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ABSTRACT: The solid-liquid solubility of the title compound has been measured by a 
gravimetric method in five pure organic solvents over the temperature range (283.15 to 323.15) 
K. The melting temperature and associated enthalpy of fusion have been determined by 
differential scanning calorimetry (DSC), and the heat capacity of the solid and the melt have 
been determined over a range of temperatures by means of temperature-modulated DSC. 
Melting data and the extrapolated difference in heat capacity between the melt and the solid 
have been used to calculate the Gibbs energy, enthalpy and entropy of fusion and the ideal 
solubility, from below ambient temperature to the melting point. Based on estimated activity 
coefficients at equilibrium, solutions in all the five solvents are shown to exhibit positive 
deviation from Raoult’s law. The highest mole fraction solubility is observed in methanol, and 
all van’t Hoff solubility curves are non-linear. Solubility data is well correlated by a recently 
proposed semi-empirical regression model. 
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1. INTRODUCTION 
For many chemical and pharmaceutical processes, but perhaps most importantly for 
crystallization processes, the solid-liquid solubility is a property of fundamental importance. 
The availability of data on the temperature dependence of solubility is a requirement in order 
to control and optimize crystallization processes in terms of particle size and shape, 
polymorphic form and yield. In the pharmaceutical industry, salt formation is a method widely 
used to modify the solubility of an API (active pharmaceutical ingredient). The process 
involves mixing an API solution with a solution of a salt forming agent, which can be either an 
acid or a base depending on the properties of the API molecule. For this purpose, it is first 
essential to determine the solubility of the salt former in relevant solvents over a range of 
temperatures. In order to be able to propose a suitable solvent for a particular compound, a 
molecular-level understanding of the interactions between solute and solvent molecules is 
required. 
N-Methyl-D-glucamine, or meglumine, CAS number 6284-40-8, with the molecular formula 
C7H17NO5, is an amino sugar commonly used as a salt former (pKa = 8.03)
1 and in the 
preparation of radiopaque contrast media. The molecular structure is shown in Figure 1. One 
crystal structure is reported in the Cambridge structural database (CSD),2 but to the best of our 
knowledge there is no published data on the solubility in common organic solvents, and very 
little on the thermodynamics of fusion. Here, we report the solubility of the known crystal form 
of meglumine over the temperature range (283.15 to 323.15) K in four aliphatic alcohols and 
in acetonitrile. The melting temperature, the associated enthalpy of fusion, and the heat 
capacity of the solid and the supercooled melt have been determined by differential scanning 
calorimetry (DSC). Based on experimental data, the thermodynamics of fusion, the ideal 
solubility, and the activity coefficient at saturation in the five solvents have been calculated as 
functions of temperature. 
 
Figure 1. Molecular structure of meglumine. 
2. EXPERIMENTAL WORK 
2.1 Materials 
The chemicals and their source and stated mass fraction purity are listed in Table 1. All 
chemicals were used as received without further purification. 
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Table 1. Source of Used Chemicals and Manufacturer’s Stated Mass Fraction Purity  
chemical 
name 
source mass fraction 
purity 
additional 
purification 
Meglumine Sigma-Aldrich 0.990 none 
Methanol Merck 0.999 none 
Ethanol Solveco  0.997 none 
1-Propanol Merck 0.999 none 
2-Propanol Sigma-Aldrich 0.998 none 
Acetonitrile VWR  0.999 none 
 
2.2 Thermal Analysis 
Thermogravimetric analysis was carried out using a Mettler Toledo TGA/SDTA851. A powder 
sample (approx. 6 mg) was heated at a constant rate of 10 K∙min-1 from ambient temperature 
to 630 K. 
The melting temperature, Tm, and the associated enthalpy of fusion, ΔfusH, have been 
determined by DSC, using a TA Instruments MDSC 2920 calorimeter. Powder samples 
(approx. 5 mg) were heated at a constant rate of 5 K∙min-1 in hermetically sealed aluminum 
pans from ambient temperature past the melting point. The furnace was purged with nitrogen 
gas at a rate of 50 mL∙min-1. Calibration was carried out according to standard procedure 
against the melting properties of indium.  
The heat capacity of the solid and the supercooled melt have been measured by temperature-
modulated DSC, using a TA Instruments MDSC 2920. This technique allows the heat capacity 
of a sample to be directly determined over a range of temperatures in a single run, by dividing 
the amplitude of the modulated heat flow signal by the amplitude of the modulated heating 
rate. A modulation period of 100 s and an amplitude of 1 K were used, at a constant underlying 
heating rate of 5 K∙min-1. Each powder sample (approx. 5 mg) was distributed evenly in a 
hermetically sealed aluminum pan, and the furnace was purged with nitrogen gas at a rate of 
50 mL∙min-1. The heat capacity of the supercooled melt was obtained by rapidly cooling the 
melt obtained after the initial heating step to a point located below the melting temperature but 
above the temperature where the sample typically recrystallizes, followed by reheating at 5 
K∙min-1. The heat capacity signal was calibrated against a sapphire sample using a linear 
correction function of the temperature. Differences in mass between sample and reference pans 
were kept below 0.20 mg.  
2.3 Solubility 
The solid-liquid solubility in pure solvents has been determined by means of a gravimetric 
method. Solutions were prepared in sealed 250 ml glass bottles, agitated by PTFE coated 
magnetic stir bars (40 x 8 mm) at 350 rpm using a submersible magnetic stirring plate (2Mag), 
and equilibrated for 24 h at each temperature. Solution temperatures were controlled by a 
Julabo FP45 cryostatic bath (specified temperature stability ±0.01 K) connected by a level 
regulator (Julabo) to a secondary tank (temperature uniformity ≤0.1 K). Equilibrium was 
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approached via dissolution, and verified at the lowest temperature by comparing the results of 
samples collected after different dissolution times. Before sampling, agitation was suspended 
for approx. 5 min in order to allow excess solids to settle. A sample of the excess solid material 
in each bottle was collected and analyzed by FTIR spectroscopy, using a Perkin Elmer 
Spectrum One spectrometer equipped with an ATR accessory. Multiple aliquot samples of 
clear solution were then collected using pre-heated syringes and needles, and filtered through 
0.2 μm PTFE filters into pre-weighed glass vials (mempty vial), which were immediately sealed 
with pre-weighed caps (mcap). The total mass of each vial was then recorded (mfull capped vial). 
Following this, the vials were uncapped and kept at room temperature in a ventilated fume 
hood for at least 4 days in order to evaporate the solvent. The masses of the vials containing 
dry solids (mdry vial) were then recorded. All weighing was done using a Mettler AE240 balance, 
with an accuracy of 0.01 mg. Complete dryness was verified by repeated weighing. The solute 
concentration, in units of mass of solute per mass of solvent, was obtained as: 
empty vialcap vialcapped full
empty vialdry vial
mmm
mm
C


       (1) 
3. RESULTS 
3.1 Characterization and Thermal Properties 
The X-ray powder diffraction pattern of crystalline meglumine is shown in Figure 2, and the 
infrared spectrum is displayed in Figure 3. The XRPD pattern is identical to the theoretical 
pattern obtained from the published crystal structure.2 
 
Figure 2. XRPD diffractogram of solid meglumine. 
5 
 
 
Figure 3. Infrared transmittance spectrum of solid meglumine. 
The extrapolated onset melting temperature, Tm, and the associated enthalpy of fusion, 
ΔfusH(Tm), obtained as averages of four samples, are given in Table 2. Notably, the measured 
melting point is somewhat lower than the value reported by Wu et al.3 obtained in a single DSC 
experiment (402.0 K), while the enthalpy of fusion is somewhat higher than the corresponding 
literature value (46.2 kJ∙mol-1). The accuracy of the melting data was verified in a single run 
using another instrument (TA Instruments Q2000, Tzero aluminum pans, and a heating rate of 
5 K∙min-1) resulting in values of Tm and ΔfusH(Tm) both within the uncertainty limits of the data 
reported in Table 2. Thermogravimetric analysis shows no mass loss (<0.2%) up to the melting 
point, verifying the validity of the melting data, and a one-step decomposition process with an 
onset at approx. 500 K. A typical thermogram showing the melting endotherm is given in 
Figure 4 together with the TGA curve showing the decomposition at high temperatures. 
 
Figure 4. (a) DSC thermogram of crystalline meglumine melting on heating at 5 K∙min-1, and 
(b) TGA curve of crystalline meglumine heated at 10 K∙min-1. 
Table 2. Melting Properties Together with Standard Deviations at Pressure p = 0.1 MPaa 
Tm / °C 127.8 ± 0.23 
Tm / K 400.9 ± 0.23 
ΔfusH(Tm) / kJ∙mol-1 51.3 ± 0.98 
ΔfusS(Tm) / J∙K-1∙mol-1  128 ± 2.5 
a Standard uncertainty u(Tm) = 0.11 K, u(ΔfusH) = 0.49 kJ∙mol-1, u(ΔfusS) = 1.2 J∙K-1∙mol-1; u(p) = 5 kPa. 
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Figure 5 shows the heat capacity of the solid determined over the temperature range (290 to 
383) K, and the heat capacity of the melt determined over the temperature range (380 to 440) 
K, both as averages of four samples. Within the respective temperature ranges of experimental 
data, the curves are well correlated by a linear equation, eq 2, where T is the temperature in K. 
Regression coefficients are given in Table 3, and experimental heat capacity data is available 
as supporting information. 
21 kTkC p           (2) 
Table 3. Heat Capacity Coefficients of eq 2 for the Solid and the Melt, Together with 
Coefficients of Determination at Pressure p = 0.1 MPaa 
phase 
T-range / 
K 
k1 
/ J∙K-2∙mol-1  
k2 
/ J∙K-1∙mol-1  
R2 
solid 290–383 0.978 39.7 1.00 
melt 380–440 0.254 567.0 0.97 
a Standard uncertainty u(p) = 5 kPa. 
 
 
Figure 5. Heat capacity of the solid CpS (lower solid line), and the melt CpL (upper solid line) 
against temperature T, with wrapping lines marking 90% confidence limits, and dotted lines 
showing linear extrapolations. The melting point is marked with a vertical dashed line. 
3.2 Solubility 
The solubility was successfully determined in four aliphatic alcohols at five different 
temperatures, at 10 K intervals between (283 and 323) K, and in acetonitrile at four 
temperatures, (283, 303, 313 and 323) K. Table 4 lists the measured solubility values as g solute 
per kg solvent. Corresponding mole fraction values are provided in the supporting information. 
Tabulated values were obtained as averages over N samples. Data is shown graphically in 
Figure 6.  
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Figure 6. Solubility Ceq against temperature T together with exponential fits (dashed lines). ∆, 
Methanol; □, ethanol; ×, 1-propanol; ◊, 2-propanol; ○, acetonitrile. 
Table 4. Solubility (Ceq) together with Standard Errors (SE) and Number of Samples (N) 
at Pressure p = 0.1 MPaa 
 methanol ethanol 1-propanol 
T / K  Ceq  
/ g∙kg-1 
solvent 
SE N Ceq  
/ g∙kg-1 
solvent 
SE N Ceq 
/ g∙kg-1 
solvent 
SE N 
283.15 11.6 0.18 10 1.74 0.011 4 0.76 0.036 4 
293.15 16.8 0.22 8 3.03 0.080 4 1.41 0.019 4 
303.15 27.09 0.050 4 4.63 0.090 4 2.11 0.026 4 
313.15 44.2 0.15 4 7.83 0.023 4 3.67 0.012 4 
323.15 75.27 0.046 4 14.8 0.19 4 6.91 0.015 4 
 2-propanol acetonitrile    
T / K  Ceq 
/ g∙kg-1 
solvent 
SE N Ceq 
/ g∙kg-1 
solvent 
SE N    
283.15 0.53 0.018 6 0.085 0.0056 6    
293.15 0.84 0.049 4       
303.15 1.88 0.055 4 0.24 0.029 6    
313.15 3.28 0.022 4 0.33 0.014 6    
323.15 6.39 0.028 4 0.74 0.021 6    
a Standard uncertainty u(T) = 0.10 K, u(p) = 5 kPa; relative standard uncertainty ur(C) = 0.04.  
 
4. ANALYSIS AND DISCUSSION 
4.1 Thermodynamics of Fusion 
For a given solid phase, if experimental data on the melting point, the associated heat of fusion, 
and the heat capacity of the solid and the supercooled melt is available, it is possible to estimate 
the temperature-dependence of the Gibbs energy, enthalpy and entropy of fusion.4 It has been 
demonstrated5-7 that it can often be sufficient to use a linear function of temperature to model 
the difference in heat capacity, ΔCp, between the supercooled melt, CpL, and the solid, CpS: 
)( m
SL TTrqCCC ppp         (3) 
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where q and r are regression coefficients. As shown in Figure 5, at least within the range of 
experimental data, approximating a linear dependence appears justified for this compound. The 
equations for the Gibbs energy, enthalpy and entropy of fusion may then be written: 
STHG fusfusfus          (4) 
2
mmm
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Using eq 2 and the coefficients in Table 3 to model the heat capacities of the supercooled melt 
and the solid as functions of temperature, and subtracting the latter from the former, results in 
q / (J∙K-1 ∙mol-1) = 237.2 and r / (J∙K-2∙mol-1) = 0.724. At the melting point the heat capacity 
difference is equal to q, viz. 237 J∙K-1∙mol-1. Assuming that the temperature-dependence of ΔCp 
can be linearly extrapolated to temperatures below the range of experimental data for the melt, 
an estimated value of 310 J∙K-1∙mol-1 is obtained at 300 K.  
It should be noted that there is an uncertainty attached to the assumption that the linear 
dependence of eq 3 extends all the way to room temperature. However, experimental 
determination of the heat capacity of a melt supercooled much below Tm generally is not 
feasible. It is common to find accounts in the literature where ΔCp has either been neglected 
entirely or approximated by a constant value. For comparison, the entropy of fusion at Tm – 
proposed8 as a constant-value approximation of ΔCp  – is 128 J∙K-1∙mol-1 for meglumine. It is 
notable that the substitution of this value to approximate ΔCp would result in a significant 
underestimation of the influence of the heat capacity terms on the enthalpy and entropy of 
fusion, in turn giving a value of the free energy of fusion at 300 K which is higher by 20% 
compared to the value obtained using eq 3. 
In Figure 7, the resulting thermodynamic functions of fusion are plotted against temperature. 
At room temperature the enthalpy of fusion is below half the value at the melting point, pointing 
to the importance of the heat capacity term in eqs 5 and 6. There is significant compensation 
between the enthalpic and entropic terms, however, and the Gibbs energy of fusion increases 
from zero at the melting point to approx. 9 kJ∙mol-1 at 300 K. 
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Figure 7. ΔfusG (solid line), ΔfusH (dashed line) and T·ΔfusS (dotted line) against temperature 
T. 
4.2 Correlation and Extrapolation of Solubility 
Interpolation of experimental solubility data can usually be accomplished with fair accuracy 
using any reasonably flexible empirical regression model.9 However, for extrapolation of data 
outside the experimental temperature range, many such empirical functions are not adequate. 
In general, they do not obey fundamental, thermodynamically dictated boundary conditions, 
and may behave erratically outside the range of experimental data. Recently, we proposed a 
new semi-empirical solubility regression model, suitable both for interpolation and 
extrapolation to higher temperatures.6 The basis for our model is the separation of the solvent-
independent part of the solubility (the activity of the solid, aS, also known as the ideal 
solubility), from the solvent-dependent part (the activity coefficient in a saturated solution, γeq): 
eq
s
eq lnlnln  ax         (7) 
where xeq denotes the mole fraction solubility (total basis) and a
S is defined according to 
Raoult’s law, with the pure supercooled melt at the same temperature chosen as reference state 
(i.e., a solution is ideal when γeq = 1). The activity of the solid at temperature T is then directly 
related to the thermodynamics of fusion, through: 
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The temperature-dependence of the equilibrium activity coefficient is modelled by a three-
parameter function: 
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where the parameter c3 is locked to the value 2.00; a minimum threshold value required in order 
for eq 9 to obey thermodynamic boundary conditions at the melting point.6 Combining eqs 7 
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to 9 and 3 results in eq 10. Given that Tm, ΔfusH (Tm), q and r can all be experimentally 
determined, eq 10 has two remaining solvent-specific parameters c1 and c2, which can be 
determined by regression of solubility data: 
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The coefficients c1 and c2 were fitted to experimental solubility data (Table 4) using the 
software Origin 6.1, through minimizing the reduced χ2 value, given by: 
 
dof
2calc
,eq
exp
,eq
2
red
 

N
i
ii xx
         (11) 
where (xeq,i
exp - xeq,i
calc) is the residual of the mole fraction solubility at one temperature i, N is 
the number of experimental data points, and dof is the number of degrees of freedom. The 
resulting parameter values are given in Table 5 together with the goodness of fit. In Figure 8, 
the solubility in the five solvents and the activity of the solid are shown in a van’t Hoff plot, 
together with regression curves based on eq 10 and the coefficients in Table 5. In Figure 9, 
activity coefficients at equilibrium, obtained from the activity of the solid and experimental 
solubility data, are plotted together with regression curves based on eq 9. It should be stressed 
that, although the regressions are based on a rather low number of data points (4 or 5), the fact 
that the model fulfils thermodynamic boundary conditions at the melting point renders it more 
robust than purely empirical equations. Furthermore, as the model is extrapolated upwards in 
temperature, the extrapolation error is somewhat counteracted by the fact that the relative 
contribution from the activity coefficient term gradually diminishes, while the confidence in 
the estimate of the activity of the solid increases as T approaches Tm. 
The curves for the alcohols in Figure 8 are well fitted to experimental data, with small residuals 
randomly distributed around zero. The curves are non-linear and visibly approaching the ideal 
solubility curve with increasing temperature. This behavior is in line with expectations,6 and 
stresses the importance of not routinely treating van’t Hoff curves as straight lines.  
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Figure 8. Solubility ln xeq against reciprocal temperature T
-1, together with fits of eq 10 (dashed 
lines) and the activity of the solid (the ideal solubility; solid line). ∆, Methanol; □, ethanol; ×, 
1-propanol; ◊, 2-propanol; ○, acetonitrile. 
 
Figure 9. Activity coefficients at equilibrium ln γeq against temperature T, together with fits of 
eq 9 (dashed lines). ∆, Methanol; □, ethanol; ×, 1-propanol; ◊, 2-propanol; ○, acetonitrile. 
The solubility was also modelled by a simple empirical function of three parameters, eq 12, 
where T is the temperature in K. This affords an easier and more rapid way to interpolate values 
of the solubility within the experimental temperature range, where it gives a marginally better 
fit than eq 10. For these systems, eq 12 also gives a somewhat better fit to data than the well-
known modified Apelblat10 and λh (or Buchowski)11 models. Parameters and reduced χ2 values 
are given in Table 5. 
Tcc
T
c
x 65
4
eqln          (12) 
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Table 5. Regression Coefficients of eqs 9, 10 and 12, Determined Using Data in the 
Temperature Range (283 to 323) K, Together with Reduced Χ2 Values 
solvent c1 / 10
3∙K c2 / 10
3∙K  103∙χ2red,eq 10 
methanol 0.5875 2.127  0.38 
ethanol 1.001 2.421  2.71 
1-propanol 1.153 2.529  5.16 
2-propanol 1.276 2.167  13.69 
acetonitrile 1.925 3.515  21.08 
solvent c4 / 10
3∙K c5 c6 / K
-1 103∙χ2red, eq 12 
methanol 6.522 -62.730 0.11804 0.28 
ethanol 5.128 -56.530 0.10824 3.48 
1-propanol 3.488 -46.640 0.09180 5.73 
2-propanol 3.480 -49.752 0.10138 9.44 
acetonitrile 9.119 -86.167 0.15202 34.77 
 
4.3 Solubility and Intermolecular Interactions 
The mole fraction solubility of meglumine is quite low in all the five evaluated solvents. This 
can only partly be attributed to the relatively high stability of the solid phase; in all the solvents 
activity coefficients at equilibrium are well above unity, indicating a considerable positive 
deviation from Raoult’s law. The solubility is by far the lowest in acetonitrile. Among the 
alcohols, the solubility decreases with increasing solvent molecular weight and aliphatic 
character.  
The molecular structure of the meglumine molecule is shown in Figure 10, optimized in vacuo 
at the HF/6-311+G(d) level, with the electrostatic potential mapped onto an electron density 
isosurface. Calculations were done using the software Gaussian 03W. 
  
Figure 10. HF/6-311+G(d) vacuum-optimized molecular geometry, showing the electrostatic 
potential mapped onto an electron density isosurface, with red indicating negative and blue 
positive charge. 
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The meglumine molecule has significant flexibility. An important feature of its crystal 
structure2 is a set of stabilizing intermolecular hydrogen bond chains. The most notable 
interactions are between the nitrogen atom and one of the hydroxyl groups of an adjacent 
molecule, but the remaining hydroxyl groups all participate in intermolecular hydrogen 
bonding with neighboring molecules. Acetonitrile is a polar aprotic solvent, unable to donate 
hydrogen bonds to the many electron-rich oxygen atoms or to the amine nitrogen atom of the 
meglumine molecule. It is also a relatively weak hydrogen bond acceptor. In terms of 
interactions, this is likely the main explanation for the low solubility of meglumine in this 
solvent. Conversely, the alcohols are polar protic solvents, able to participate fully in the 
hydrogen bonding. These solvents share a strong chemical similarity with meglumine, 
increasing with decreasing aliphatic component. Altogether, this likely explains the higher 
solubility in alcoholic solvents, and why the highest solubility is observed in methanol.  
5. CONCLUSIONS 
Meglumine has a melting point of 400.9 K, and the enthalpy of fusion at this temperature is 
51.3 kJ∙mol-1. The heat capacity of the crystalline solid increases linearly from 322 J∙K-1∙mol-1 
at 290 K to 411 J∙K-1∙mol-1 at 380 K, and the heat capacity of the pure melt increases linearly 
from 662 J∙K-1∙mol-1 at 380 K to 676 J∙K-1∙mol-1 at 450 K. The Gibbs energy of fusion, 
determined through extrapolation of data from the melting point, is estimated to be 9 kJ∙mol-1 
at 300 K, with a corresponding enthalpy of fusion of 24 kJ∙mol-1. 
The mole fraction solubility is lower in acetonitrile than in the four investigated aliphatic 
alcohols. Among the alcohols the solubility decreases with increasing solvent molecular weight 
and aliphatic component. All evaluated solutions show positive deviation from Raoult’s law. 
At 283 K, values of the activity coefficient at equilibrium are between 8 and 90 for the alcohols 
and 900 for acetonitrile, decreasing with increasing temperature. Van’t Hoff plots of all 
solubility curves as well as of the activity of the solid are noticeably non-linear.  
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